COURSE TITLE: MATERIAL FOR ELECTRICAL 
ENGINEERING 


Lesson I: THEORIES AND MODELS OF THE ATOM 


1. Introduction to Atomic Theory 
1.1 What Is a Theory? 


Scientific theories are foundational to our understanding of the natural world. They arise from 
extensive experimental work, where repeated observations yield consistent results. When a 
hypothesis, which is a proposed explanation for a phenomenon, is supported by a significant 
body of evidence, it may be elevated to the status of a theory. This theory provides a 
framework that explains why certain laws, which summarize observable phenomena, hold 
true across various contexts. For instance, the law of conservation of mass states that mass is 
neither created nor destroyed in chemical reactions, and the theory of atomic structure 
explains the mechanisms by which this law operates. 


Example: The theory of atomic structure explains why water (H2O) retains its mass before 
and after a chemical reaction, illustrating the conservation of mass. 


1.2 Historical Development of Atomic Theory 


The journey of atomic theory began with John Dalton in the early 19th century. Dalton 
proposed a revolutionary idea that all matter consists of tiny, indivisible particles called atoms. 
According to his atomic theory, each element is composed of identical atoms that differ from 
those of other elements. Dalton's assertions included the idea that compounds are formed 
when atoms of different elements combine in fixed ratios. This laid the groundwork for 
modern chemistry, as it introduced a systematic way to understand the composition of matter. 


Example: Dalton's theory explains why sodium (Na) and chlorine (Cl) combine in a 1:1 ratio 
to form sodium chloride (NaCl). 


As scientific inquiry progressed, Dalton's model was refined through the contributions of 
several key figures: 


e J.J. Thomson discovered the electron in 1897. He proposed the plum pudding 
model, which suggested that atoms are composed of negatively charged electrons 
embedded within a positively charged "soup." This model implied that the positive 
charge was evenly distributed throughout the atom. 


Example: In the plum pudding model, the atom is visualized like a pudding with raisins 
(electrons) scattered throughout. 


e In 1911, Ernest Rutherford conducted his famous gold foil experiment, which 
involved scattering alpha particles off thin metal foils. His observations led to the 
conclusion that an atom has a dense, positively charged nucleus containing most of its 
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mass, with electrons orbiting around it. This model marked a significant departure 
from Thomson's model. 


Example: Rutherford's experiment showed that while most alpha particles passed through the 
foil, a small number were deflected, indicating a concentrated nucleus. 


1.3 Differences Between Thomson's and Rutherford's Models 


The transition from Thomson's plum pudding model to Rutherford's nuclear model represents 
a major shift in understanding atomic structure. Here are the key differences: 


e Structure: 


e Thomson's Model: Proposed a diffuse positive charge with electrons scattered 
throughout (like a pudding). 


e Rutherford's Model: Introduced a central nucleus containing protons, with 
electrons orbiting around it. 


e =©Distribution of Mass: 


e Thomson's Model: Suggested that mass was spread out evenly across the 
atom. 


e Rutherford's Model: Established that the majority of an atom's mass is 
concentrated in the nucleus. 


e Nature of Charge: 


e Thomson's Model: Considered the atom to be electrically neutral due to the 
even distribution of positive and negative charges. 


e Rutherford's Model: Explained that the positive charge is concentrated in the 
nucleus, balancing the negative charges of the surrounding electrons. 


Example: The differences can be visualized: Thomson’s model resembles a fruitcake, while 
Rutherford’s resembles a miniature solar system, with the nucleus as the sun and electrons as 
planets. 


1.4 The Bohr Model 


Building upon Rutherford's findings, Niels Bohr introduced his model in 1913, which 
proposed that electrons orbit the nucleus in specific energy levels. According to Bohr, 
electrons could jump between these levels by absorbing or emitting energy in quantized 
amounts. This model successfully explained the spectral lines of hydrogen but had limitations 
when applied to more complex atoms. 


Example: The Balmer series describes the visible spectral lines of hydrogen, which can be 
explained by electrons transitioning between discrete energy levels. 


2. Structure of the Atom 
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The structure of the atom is central to understanding the nature of matter and the interactions 
of different elements. Atoms are the fundamental building blocks of all substances, and their 
structure determines the chemical properties and behaviors of elements and compounds. 


2.1 Components of the Atom 
Atoms consist of three primary subatomic particles: protons, neutrons, and electrons. 


e Protons: These positively charged particles reside in the nucleus at the center of the 
atom. The number of protons in an atom defines the atomic number, which determines 
the identity of the element. For example, an atom with one proton is hydrogen, while 
an atom with six protons is carbon. 


e Neutrons: Neutrons are neutral particles also located in the nucleus. They do not 
carry any charge and contribute to the overall mass of the atom. The number of 
neutrons can vary in atoms of the same element, leading to the formation of isotopes. 
For instance, carbon typically has six neutrons (carbon-12) but can also exist as 
carbon-14, which has eight neutrons. 


e Electrons: Negatively charged particles that orbit the nucleus in specific energy levels 
or shells. Electrons are much lighter than protons and neutrons. The arrangement and 
behavior of electrons determine the chemical properties of an element, including its 
reactivity and ability to form bonds with other atoms. 


Example: A carbon atom has 6 protons, 6 neutrons, and 6 electrons, while an isotope like 
carbon-14 has 6 protons, 8 neutrons, and 6 electrons. 


2.2 The Nucleus 


The nucleus is the dense central core of the atom, containing protons and neutrons. It 
accounts for most of the atom's mass but occupies a very small volume compared to the 
entire atom. The strong nuclear force binds protons and neutrons together, overcoming the 
electromagnetic repulsion between positively charged protons. 


Example: In a helium atom, the nucleus contains 2 protons and typically 2 neutrons, creating 
a stable structure that contributes to the atom’s overall mass. 


2.3 Electron Configuration 


Electrons are arranged in various energy levels or shells surrounding the nucleus. The 
arrangement of electrons is crucial because it influences how an atom interacts with other 
atoms. The shells are designated by principal quantum numbers (n = 1, 2, 3, ...), with each 
shell containing a specific number of orbitals. 


eK Shell (n=1): Can hold up to 2 electrons. 
e L Shell (n=2): Can hold up to 8 electrons. 
e M Shell (n=3): Can hold up to 18 electrons. 
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e N Shell (n=4): Can hold up to 32 electrons. 


Within each shell, electrons are further organized into subshells (s, p, d, f) with specific 
shapes and orientations. The filling order of these orbitals follows the Aufbau principle, 
which states that electrons occupy the lowest available energy levels first. 


Example: The electron configuration of oxygen (O) is 1s42 2s‘2 2p*4 1542 252 2p%4, 
indicating that it has two electrons in the first shell and six in the second shell. 


2.4 Orbitals and Shapes 


Electrons occupy orbitals, which are regions of space where electrons are most likely to be 
found. Each type of orbital has a distinct shape: 


e s§ Orbitals: Spherical in shape and can hold up to 2 electrons. 

ep Orbitals: Dumbbell-shaped and can hold up to 6 electrons (3 orbitals). 

e d Orbitals: More complex shapes, can hold up to 10 electrons (5 orbitals). 

e f Orbitals: Even more complex shapes, can hold up to 14 electrons (7 orbitals). 
The distribution of electrons in these orbitals determines the chemical behavior of an atom. 


Example: In a chlorine atom (Cl), the electron configuration is 1s®2 2s‘2 2p%6 3s42 3p%5 
152 252 2p6 352 3p*5, indicating the presence of electrons in both s and p orbitals. 


2.5 Energy Levels and Excitation 


Electrons in an atom can absorb energy and move to higher energy levels (excited state). 
When they return to their original levels, they release energy in the form of electromagnetic 
radiation, which can be visible light. This process is fundamental in understanding 
phenomena such as atomic spectra. 


Example: When an electron in a hydrogen atom absorbs energy, it can jump from 
the n=In=1 level to the n=2n=2 level. As it returns to its ground state, it emits a photon, 
producing a characteristic spectral line. 


2.6 The Role of Quantum Mechanics 


The modern understanding of atomic structure incorporates principles from quantum 
mechanics, which describe the behavior of particles at the atomic and subatomic levels. 
Quantum mechanics introduces the concept of wave-particle duality, which states that 
electrons exhibit both wave-like and particle-like properties. The Heisenberg Uncertainty 
Principle further emphasizes that it is impossible to simultaneously know both the position 
and momentum of an electron with absolute certainty. 


Example: The electron cloud model illustrates the regions where electrons are likely to be 
found, rather than depicting fixed orbits, reflecting the probabilistic nature of electron 
locations. 


3. Elements 
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3.1 Definition and Characteristics of Elements 


An element is a pure substance that consists entirely of one type of atom. Each element is 
defined by its atomic number, which corresponds to the number of protons in its nucleus. 
This atomic number determines the chemical identity of the element and its position in the 
periodic table. 


Elements are the fundamental building blocks of matter and cannot be broken down into 
simpler substances through chemical reactions. They have unique properties, including: 


e Physical Properties: These include characteristics such as melting point, boiling 
point, density, and color. For example, metals like iron (Fe) are typically solid at room 
temperature, shiny, and good conductors of electricity. 


e Chemical Properties: These define how an element reacts with other substances. For 
instance, sodium (Na) is highly reactive with water, while noble gases like helium (He) 
are inert and do not readily react with other elements. 


Example: The element carbon (C) has an atomic number of 6, meaning it contains 6 protons. 
Its various forms, such as graphite and diamond, exhibit different physical properties despite 
being composed of the same element. 


3.2 Categories of Elements 
Elements are categorized into three main groups based on their properties: 


e Metals: Usually solid at room temperature (except mercury), metals are good 
conductors of heat and electricity. They tend to lose electrons and form positive ions 
(cations). Examples include iron, copper, and gold. 


e Nonmetals: These elements can be solid, liquid, or gas at room temperature. 
Nonmetals are poor conductors and tend to gain electrons to form negative ions 
(anions). Examples include oxygen (QO), nitrogen (N), and sulfur (S). 


e Metalloids: These elements exhibit properties intermediate between metals and 
nonmetals. They can conduct electricity better than nonmetals but not as well as 
metals. Examples include silicon (Si) and arsenic (As). 


Example: Silicon, a metalloid, is essential in the electronics industry due to its 
semiconducting properties. 


3.3 The Periodic Table 


The periodic table organizes elements based on increasing atomic number and groups them 
according to similar chemical properties. Elements in the same column (group) share similar 
characteristics, while rows (periods) indicate the number of electron shells. 


Example: Group | elements (alkali metals) like lithtum (L1), sodium (Na), and potassium (K) 
are all highly reactive and have one electron in their outer shell. 


4. Isotopes 


Engr. Lorige Val PINJI FANDIO pe) 


4.1 Definition and Characteristics of Isotopes 


Isotopes are variants of a particular chemical element that have the same number of protons 
but different numbers of neutrons. This results in different atomic masses for the isotopes of 
the same element. Isotopes can be stable or unstable (radioactive). 


e Stable Isotopes: These do not undergo radioactive decay and remain constant over 
time. For example, carbon-12 ('*C) and carbon-13 (°C) are stable isotopes of carbon. 


e Radioactive Isotopes: These isotopes are unstable and decay over time, emitting 
radiation in the process. For instance, carbon-14 ('4C) is a radioactive isotope used in 
radiocarbon dating. 


Example: Chlorine has two stable isotopes, chlorine-35 (°Cl) and chlorine-37 (?’Cl), which 
have 18 and 20 neutrons, respectively. 


4.2 Applications of Isotopes 
Isotopes have various applications across different fields: 


e Medical Applications: Radioactive isotopes, such as iodine-131, are used in medical 
imaging and treatment, particularly for thyroid conditions. 


e Archaeological Dating: Carbon-14 dating is a method used to determine the age of 
ancient organic materials, such as bones or artifacts, by measuring the remaining 
amount of carbon-14 in the sample. 


e Industrial Applications: Isotopes like cobalt-60 are used in cancer treatment and as a 
source of gamma radiation for sterilizing medical equipment. 


Example: The use of carbon-14 in dating ancient artifacts allows archaeologists to estimate 
the age of objects up to about 50,000 years old. 


4.3 Calculating Average Atomic Mass 


The average atomic mass of an element is calculated based on the relative abundances of its 
isotopes. This calculation is essential for understanding the element's behavior in chemical 
reactions. 


The formula for calculating the average atomic mass is: 


Average Atomic Mass=) (Isotope MassxFractional Abundance)Average Atomic Mass=)'(Iso 
tope MassxFractional Abundance) 


Example: For chlorine, if 75.5% of chlorine exists as chlorine-35 (Cl) and 24.5% as 
chlorine-37 (?’Cl), the average atomic mass can be calculated as follows: 


Average Atomic Mass=(35<0.755)+(37*0.245)=35.49Average Atomic Mass=(35x0.755)+(3 
7x0.245)~35.49 


5. Electronic Configuration 


5.1 Definition of Electronic Configuration 
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Electronic configuration refers to the distribution of electrons in the atomic orbitals of an 
atom. This arrangement determines an atom's chemical properties, reactivity, and the types of 
bonds it can form with other atoms. The configuration is typically expressed using a notation 
that indicates the number of electrons in each subshell. 


5.2 Principles Governing Electronic Configuration 
Several principles guide the arrangement of electrons in atoms: 


e Aufbau Principle: Electrons occupy the lowest energy orbitals first before filling 
higher energy levels. This principle helps predict the order in which orbitals are filled. 


e Pauli Exclusion Principle: No two electrons in an atom can have the same set of four 
quantum numbers. This means that an orbital can hold a maximum of two electrons, 
which must have opposite spins. 


e Hund’s Rule: When electrons occupy degenerate orbitals (orbitals of equal energy), 
they will fill each orbital singly before pairing up. This minimizes electron-electron 
repulsion and stabilizes the atom. 


Example: The electron configuration of nitrogen (N), which has seven electrons, is 1s2 2s*2 
2p*3 15%2 2s“2 2p*3. This indicates that the first shell (1s) is filled with 2 electrons, while the 
second shell contains 2 electrons in the 2s subshell and 3 in the 2p subshell. 


5.3 Shells and Subshells 


Electrons are arranged in shells around the nucleus, with each shell having a specific 
maximum capacity: 


eK Shell (n=1): Can hold up to 2 electrons. 
e L Shell (n=2): Can hold up to 8 electrons. 
e M Shell (n=3): Can hold up to 18 electrons. 
e N Shell (n=4): Can hold up to 32 electrons. 
Each shell is divided into subshells (s, p, d, f) that have distinct shapes and energy levels: 
e s Orbitals: Spherical in shape; each s subshell holds a maximum of 2 electrons. 


e p Orbitals: Dumbbell-shaped; each p subshell holds a maximum of 6 electrons (3 
orbitals). 


e d Orbitals: More complex shapes; each d subshell holds a maximum of 10 electrons 
(5 orbitals). 


e f Orbitals: Even more complex; each f subshell holds a maximum of 14 electrons (7 
orbitals). 


Example: For sodium (Na), which has 11 electrons, the electron configuration is 1s42 2s2 
2p%6 381 1s%2 252 2p%6 351, indicating a filled K and L shell and one electron in the 3s 
subshell. 
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5.4 Notation of Electron Configuration 


Electron configurations are written in a specific notation that indicates the energy levels and 
the number of electrons in each subshell. 


The notation consists of: 
e The principal quantum number (n) indicating the shell. 
e The letter representing the type of subshell (s, p, d, f). 
e Asuperscript indicating the number of electrons in that subshell. 


Example: The electron configuration for argon (Ar), which has 18 electrons, is written 
as 1s“2 2s*2 2p%6 382 3p*%6 152 252 2p%6 352 3p*6. 


5.5 Exceptions to the Aufbau Principle 


In some cases, the expected order of filling orbitals may deviate from the Aufbau principle 
due to electron-electron interactions and the stability associated with half-filled and fully 
filled subshells. Transition metals often exhibit such exceptions. 


Example: Chromium (Cr) has an atomic number of 24. Instead of the expected 
configuration [Ar]4s‘2 3d4[Ar]4s*2 3d4, it is actually [Ar]4s*1 3d5[Ar]4s*1 3d%5 to 
achieve a more stable half-filled d subshell. 


5.6 Valence Electrons 


Valence electrons are the electrons in the outermost shell of an atom and play a crucial role in 
determining an atom's chemical behavior and bonding characteristics. The number of valence 
electrons influences how an atom interacts with other atoms and whether it will form bonds. 


Example: In oxygen (O), with the electron configuration 1s*2 2s‘2 2p%4 1s“2 2s2 2p%4, the 
valence shell (n=2) contains 6 electrons, indicating that oxygen can form two covalent bonds 
by sharing electrons. 


5.7 The Role of Electronic Configuration in Chemical Properties 


The electronic configuration of an atom influences its reactivity and the types of bonds it can 
form. Atoms with similar valence electron configurations tend to exhibit similar chemical 
behaviors and properties. 


e Main Group Elements: Elements in the same group of the periodic table have 
similar valence electron configurations, leading to comparable chemical properties. 
For instance, the alkali metals (Group 1) all have one valence electron, making them 
highly reactive. 


e Noble Gases: Noble gases, found in Group 18, have full valence shells, which makes 
them largely inert and unreactive under standard conditions. 
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Example: The noble gas neon (Ne) has a complete valence shell with 8 electrons, resulting in 
minimal reactivity compared to sodium (Na), which has one valence electron and readily 
forms bonds. 


6. Conclusion 


The understanding of atomic theory and the structure of the atom has evolved significantly 
from Dalton's initial postulates to the modern quantum mechanical model. Each advancement 
has deepened our comprehension of matter and its interactions. This chapter has outlined the 
historical development of atomic theory, the structure of the atom, the concept of isotopes, 
and the principles governing electronic configuration. A solid grasp of these concepts is 
essential for further studies in chemistry and related fields, paving the way for exploring 
more complex topics in atomic and molecular theory. 
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